Introduction
Electrochemical microreactors have the advantages of facilitating ionic transport due to local electric fields, interaction of products at an anode and a cathode, and unexpected reactions with salts.
1,2 A number of uses have been reported and reviewed. 3 For example, they include the possibility of electrode reactions at low concentration of supporting electrolyte, [4] [5] [6] [7] electrochemical treatments of water without supporting electrolytes in a flow-through cell, 8 mass transport of electrochemical products to a counter electrode, 9 and local voltage control by segmented electrodes. 10 A disadvantage of microreactors is poor control of currents by electrode potential because of limitation of space for a reference electrode, although specific cell geometry has made it possible to obtain cyclic voltammograms. 11 A thin layer cell acts as a microreactor, in that it can cause electrolysis without supporting electrolyte, which is demonstrated by electrolysis of pure water. 12 Once a very small amount of water is electrolyzed into H + and OH -, these ions enhance electric conduction in the cell. Change in conductivity during electrolysis has been addressed by studies in the field of microelectrode voltammetry. [13] [14] [15] [16] [17] [18] [19] [20] [21] [22] [23] [24] Further complication in a thin layer cell involves reaction coupling or redox cycling, 25 in which products at the anode reach the cathode where they react. Redox cycling ought to enhance reaction rates, as seen in reactions of interdigitated electrodes.
One of the key features of redox cycling is not only the interaction of the oxidized and the reduced species but also the mass transport between two electrodes. [29] [30] [31] [32] [33] [34] [35] A required condition of redox cycling is the presence of equal amounts of the reduced and the oxidized species. If the concentration of the oxidized species is lower than that of the reduced one, two possibilities can be predicted. One is that the current will be controlled by the minor species, with the major species making no contribution to the redox cycling. The other possibility is that the current is not necessarily controlled by the minor species because the minor species is produced electrochemically from the major one. Which possibility really occurs may depend on other conditions such as mass transport in and out of the thin layer cell, chemical complications, and the level of electric neutrality. We examine here which possibility occurs in water electrolysis by adding hydrogen ion to pure water as a major species. Mass transport, including the dissociation kinetics, is considered theoretically here and compared with the experimental results.
Materials and methods
The disk electrodes, 1.6 mm in diameter, coated with polyether ether ketone in cylindrical form, were commercially available (BAS, Tokyo, Japan). The two electrodes were confronted each other so that the space between the two formed a thin layer cell. One of the two electrodes was fixed horizontally, whereas the other was moved in the direction of the cylindrical body axis by means of a micrometer gauge on an optical positioner. The axis of the cylindrical body was fitted to the axis of the other rod. The electrodes and the space were coated using a polyethylene vessel, which was a part of a bellows pipette. 12 Pure water was inserted into the vessel through a hole at the top of the vessel by means of a syringe.
Water was prepared with an ultrapure water system, CPW-100 (Advantec, Tokyo, Japan), and was deaerated with nitrogen gas or hydrogen gas. The resistivity of the water before electrochemical measurements was 18 MΩ ⋅ cm, as determined by using a conductivity meter equipped with the pure water generator. The resistivity was measured after each of the following steps: when water was transferred into the glass vessel, when water was left standing exposed to air for a short time, and when it was injected by use of a plastic injector. The resistivity values by a conductometer, DS-71 (Horiba, Kyoto, Japan), decreased to 1.7 MΩ⋅ cm after 30 minutes exposure to air.
Hydrogen gas was bubbled for 15 minutes into water of the cell, which was set in hydrogen atmosphere. The distance between the two electrodes was read by the micrometer gauge from the contacting point of the two surfaces nearest each other. Voltage was applied to the two electrodes with a potentiostat (CompactStat; Ivium Technologies, Eindhoven, The Netherlands). The reference and the counter electrode as for conventional voltammetry were Ag/AgCl (3 M KCl) and a platinum wire, respectively.
Salt-free voltammograms for redox cycling were obtained by facing two platinum rods without insulator. These electrodes exhibited reproducible voltammograms because there is no boundary between the platinum electrode and the insulator which causes floating large capacitive currents. We confirmed that voltammograms at the insulated disks were close to those at the rod electrodes. . Figure 1 shows voltammograms in 1 M KCl + H 2 + HCl aqueous solution for several concentrations of HCl in the thin layer cell when hydrogen gas was saturated in the solution, where ∆E is the applied voltage. Voltammograms were confirmed to be point-symmetric with respect to I = 0 and ∆E = 0, as can be predicted from the symmetric voltammograms of two-electrode electrolysis. They were almost under the steady state for v #10 mV s −1 . Since the current at the forward scan was smaller than that at the backward one for v .30 mV s −1 (Figure 1 ), the hysteresis was not caused by the capacitive current, but may have been caused by the time required for reaching the steady-state for the redox cycling. The electrolysis time for reaching the limiting current was approximately 3 seconds for the 0.1 V potential domain at v = 30 mV s −1 in Figure 1 . The thickness of the diffusion layer was 50 µm, which was comparable to the interdistances of the electrodes. Therefore, the hysteresis should be contained in the voltammograms.
Results

Redox
Conventional voltammograms in 1 M KCl + H 2 aqueous solution were made to understand the reactions in the thin layer cell. Figure 2 shows the voltammogram in the potential domain covering water decomposition. Peak (a) is the oxidation of H 2 , of which current was proportional to v 1/2 . Waves (b) and (c) are ascribed to the oxidation and the reduction of water, respectively. The potential difference of the two waves is 2.0 V. In contrast, the potential difference of the redox cycling in Figure 1 
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The other possibility is ambiguity of the determination of the limiting currents, as will be discussed later. It is predicted that the current is inversely proportional to w owing to the control by diffusion in the finite domain w. 29 Figure 4 shows dependence of the limiting current on 1/w, as shown in circles. The plot at narrow distances between the electrodes deviated from the proportional line. Since the electrode surface was polished before every voltammetric run using a polishing buff, it was deformed to a rounded surface, 40 as shown in the inset of Figure 4 . Values of w were read from the moving distance from the closest contact point of the two electrodes by a micrometer gauge. Therefore the average distance should be larger than w. We measured w 2 with the microscope as shown in the inset, and obtained the curvature, from which we evaluated the effective interelectrode distance, w 1 = w + 10 µm. The plot of the limiting current with 1/w 1 (triangles) fell on the proportional line.
We derive here expressions for current-voltage curves of the redox cycling reaction, 2H + + 2e − ↔ H 2 , when mass transport of both species is controlled only by diffusion in the x-direction of the cell under the steady state. It is assumed that the reaction occurs in accordance with the Nernst response at the anode and the cathode. We located the anode and the cathode at x = 0 and w, respectively, as illustrated in Figure 5 . The detailed derivation is described in the Supplementary materials. The dimensionless currentvoltage curves represented by Equation S8 vary with the parameter b. Figure 6 shows variation of the dimensionless current-voltage curves for several values of c + */c H2 *.
Large values of (2F/RT)∆E in Equation S8 correspond to the domain of the limiting current, which is equivalent to infinitesimally small values of (2 -f)(b -f) . 
The "4" involved in Equation 1 arises from both the twoelectron oxidation and the accumulation of H 2 on the cathode by the reduction of H + at the cathode so that (c H2 ) x=0 = 2c H2 *, as can be illustrated in Figure 5 .
Although Equation 1 mentions that the limiting current for c + *,c H2 * is proportional to c + *, the experimental results in Figure 3 showed the lower deviation from the proportional . If w is corrected to w + 10 µm for the roundness of the electrode surface, the theoretical slope is 93 mA M −1 , which is close to the experimental value.
Redox cycling might occur also for O 2 + 2H 2 O + 4e − ↔ 4OH − . We attempted to perform voltammetry for dioxygen and sodium hydroxide instead of H 2 and HCl. The voltammograms in the thin layer cell did not show any limiting current, but were similar to those of pure water. 12 The disappearance of limiting current may be ascribed to such a large overpotential difference between the cathodic and the anodic reaction of dioxygen that it may overlap with the wave of water decomposition.
Redox cycling in the absence of h + Figure 7 shows voltammograms of water including only hydrogen gas for various values of w, demonstrating appearance of the limiting current plateau for ∆E .0.4 V. Since the solution has no ions, the solution resistance should be very large. Nevertheless, the limiting current was observed. This is an advantage of the thin layer cell voltammetry. + from the dissociation of water rather than from the solution bulk, because the dissociation is the only source of H + in the present experiment. We considered the problem of mass transport including the dissociation when the redox cycling by 2H + + 2e − → H 2 occurs in the thin layer cell; the redox cycling is composed of the dissociation through the CE reaction, H 2 ] will be derived in Supplementary materials, and they will yield current-voltage curves.
Dimensionless current (g) versus voltage curves can be calculated from Equation S24 for some values of λ, and are plotted in Figure 8 . Sigmoidal curves were obtained and are similar to the experimental ones (Figure 7) . However, the potential shift of the experimental curves is larger than the theoretical ones. A possible reason is ohmic drop of water. The resistivity of water 30 minutes after use was 1.7 MΩ ⋅ cm, which yields 0.14 V potential shift at 0.5 µA. This value explains the potential difference. We have assumed that values of the diffusion coefficients of H + and OH − were common, although the ratio of the former to the latter is approximately 1.7. It provides 1.3 times difference in λ through Equation S20. This ratio is negligibly small in the variations in Figure 8 .
The condition of taking the limiting current is 2λ = g 
Equation 2 indicates that the limiting current has the −1/3 power of w. However, the experimental results show −0.8 power of w, as exhibited in Figure 9 , probably because Equation 2 has been derived on the assumption that the reaction current on w is closer to the dependence for the simple redox cycling than the theory.
layer was much thinner than w. Therefore, the experimental results fell between w −1/3 and w −1 ( Figure 9 ). The current value calculated from Equation 2 for D = 8.6 × 10 −5 cm 2 s −1 , c* = 10 −7 M, k r = 1.4 × 10 11 M −1 s −1 and w = 0.05 mm is 0.08 µA. This is ten times smaller than the experimental value. The small value is ascribed to the assumption of the thin reaction layer. The value of (2λ) 2/3 in Equation 2 is 14, which is a gain of H + supplied from the dissociation. We can understand the four features of the absence of hydrogen ion through the theoretical voltammograms. The steady-state (1) of the voltammograms is ascribed to the redox cycling of H 2 and H + , where hydrogen ion is supplied from the dissociation of water. The sigmoidal form (2) is attributed to the potential shift by ln(λ) in Equation S24. Non-zero values of the slope of the current at ∆E = 0 in Figure 1 are caused by the reversible redox reaction when both H 2 and H + are present, whereas the zero values in Figure 7 are obtained when either species is absent in solution. The latter is in accord with the experimental results in the absence of hydrogen ion. One hundred times smaller values of the limiting current than the redox cycling currents (3) can be explained in terms of the dissociation kinetics. The inconsistency (Figure 9 ) between the theory and the experiment (4) regarding the dependence of the limiting currents on w arises from the oversimplification of the theory by neglecting diffusion in the kinetic dissociation layer.
Discussion
The redox cycling of H 2 ↔ 2H + + 2e − in the thin layer cell including both H 2 and H + provides the steady state voltammograms approximately according to the theoretical prediction. The steady state is established for v ,10 mV s −1 and w ,0.05 mm to yield the limiting currents. The limiting current is proportional to the concentration of hydrogen ion in the low concentration domain, partly because of adsorption of produced hydrogen and partly because of the vague waveform. The limiting current is inversely proportional to w if the curvature effect (10 µm) of the electrode surface is taken into account. Attention must be paid to accuracy as the thickness of the thin layer cells may be less than 10 µm.
Even when hydrogen ion is not added deliberately to the solution, the redox cycling occurs. The voltammogram has a sigmoidal shape with a positive potential shift. The limiting current is much smaller than that of the normal redox cycling. These variations can be explained in terms of the control by the dissociation kinetics of water. The approximation of the reaction layer includes oversimplification for the dissociation kinetics. As a result, observed dependence of the limiting submit your manuscript | www.dovepress.com 
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where D + and D H2 are diffusion coefficients of H + and H 2 , respectively. Letting the electrode potentials at the cathode and the anode be E C and E A , respectively, we can express the Nernst equations at both electrodes as 
